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Abstract1
The mobility and bioavailability of toxic Hg(II) in the environment strongly de-2
pends on its interactions with natural organic matter (NOM) and mineral surfaces.3
Using an enriched stable isotope approach, we investigated the exchange of Hg(II) be-4
tween dissolved species (inorganically complexed or cysteine-, EDTA-, or NOM-bound)5
and solid-bound Hg(II) (carboxyl-/thiol-resin or goethite) over 30 days under constant6
conditions (pH, Hg and ligand concentrations). The Hg(II)-exchange was initially fast,7
followed by a slower phase, and depended on the properties of the dissolved ligands and8
sorbents. The results were described by a kinetic model allowing the simultaneous de-9
termination of adsorption and desorption rate coefficients. The timescales required to10
reach equilibrium with the carboxyl-resin varied greatly from 1.2 d for Hg(OH)2 to 16 d11
for Hg(II)-cysteine complexes and approximately 250 d for EDTA-bound Hg(II). Other12
experiments could not be described by an equilibrium model, suggesting that a signif-13
icant fraction of total-bound Hg was present in a non-exchangeable form (thiol-resin14
and NOM: 53-58%; goethite: 22-29%). Based on the slow and incomplete exchange of15
Hg(II) described in this study, we suggest that kinetic effects must be considered to16
a greater extent in the assessment of the fate of Hg in the environment and the de-17
sign of experimental studies, e.g., for stability constant determination or metal isotope18
fractionation during sorption.19
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Introduction20
Mercury is of great concern for human and ecosystem health due to its ability to be methy-21
lated and accumulated along the food chain as toxic methyl-Hg.1 The mobility and reactivity22
of Hg(II) in aquatic and terrestrial ecosystems is controlled to a large degree by interactions23
with dissolved ligands, natural organic matter (NOM), inorganic sulfides, and mineral sur-24
faces.1–3 A widely used method to assess the bioavailability of Hg is based on a thermody-25
namic approach, where equilibrium concentrations of dissolved Hg(II)-species (e.g., HgS0(aq))26
are calculated.4 This approach relies on accurate stability constants and the system being27
at equilibrium, an assumption which has not been thoroughly investigated.1 Recent find-28
ings, suggesting that Hg(II)-species such as Hg(II)-cysteine complexes are actively taken up29
by bacterial cells,5–7 or that Hg(II)-(NOM)-sulfide nanoparticles are available for methyla-30
tion,8–11 indicate that kinetics have a major effect on the bioavailability of Hg,12,13 which is31
not yet fully understood.32
Furthermore, many observations on the fate of Hg(II) in experiments and natural systems33
cannot be explained by thermodynamic approaches. Several studies reported a decrease of34
labile Hg(II),14 reducible Hg(II),15,16 or Hg bioavailability17 with increasing exposure time35
of Hg(II) to NOM. These observations were explained by a slow competitive ligand exchange36
from labile reactive/bioavailable Hg-NOM complexes to strong non-reactive Hg-NOM com-37
plexes.14–17 Hintelmann et al.18,19 found that Hg(II) newly added to sediments exhibited38
higher methylation rates than ambient Hg. Jonsson et al.12,13 reported orders of magnitude39
different methylation rates depending on the solid/adsorbed phase of Hg(II) and concluded40
that a combination of thermodynamics and kinetics of Hg(II) dissolution/desorption pro-41
cesses control the methylation and bioavailability of different Hg pools.42
Irreversible sorption of Hg(II) and other heavy metals to soils has been described previ-43
ously20–23 and was explained by high-affinity binding sites of NOM21 and lattice or pore44
diffusion in mineral phases;21,23 however, the exact mechanisms for the observed sorption45
hysteresis remained unclear.46
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These observations raise the question under which conditions purely thermodynamic ap-47
proaches are justified and where kinetic controls or irreversible sorption play a substantial48
role for the environmental fate of Hg. Radioisotope and enriched stable isotope approaches49
were shown to be a powerful tool to investigate exchange kinetics,24–26 and to assess pool-sizes50
of exchangeable metals in soils.27–30 However, measuring isotope exchange kinetics through51
the activity of radioactive isotopes in solution24 does not allow distinguishing between iso-52
tope exchange and net adsorption, unless the total concentration of the metal in solution53
is measured with a second analytical technique, often resulting in considerable uncertain-54
ties. In contrast, modern mass spectrometry in combination with enriched stable isotopes55
allows the simultaneous measurement of isotope ratios and concentrations, providing a more56
reliable approach for distinguishing between isotope exchange and net sorption processes.3057
Here, we present an approach using enriched stable Hg isotopes to simultaneously investigate58
adsorption and desorption kinetics of Hg(II) with minimized disturbances of the chemical59
conditions. In a first phase (preconditioning), we sorbed natural abundance Hg to a solid60
phase. In a second phase (isotope exchange), we replaced the remaining natural abundance61
Hg in solution by an equal amount of an enriched Hg isotope tracer and investigated the62
isotope exchange by monitoring the change in isotope ratio in the solution over time. The63
objectives were (i) to investigate the adsorption and desorption rate coefficients of dissolved64
inorganically complexed Hg(II)aq or dissolved organic-ligand-bound Hg(II) with solid-bound65
Hg(II), (ii) to determine the timescales required to reach equilibrium, (iii) to assess the role66
of ligand type and coordination on the exchange of Hg(II), and (iv) to assess the pool sizes67
and discuss potential binding mechanisms of non-exchangeable Hg(II).68
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Experimental Section69
Materials and Reagents70
All chemicals used in this study were analytical grade and solutions were prepared with71
ultrapure water (>18.2 MΩ cm, Millipore). Goethite (α-FeOOH), an important iron oxyhy-72
droxide mineral in soils, and two resins with different surface functional groups were used73
as solid sorbents. The first was a cation exchange resin with carboxyl functional groups74
on an acrylic polymer backbone (Bio-Rex 70, Bio-Rad). The second was a resin with thiol75
functional groups on a styrene copolymer backbone (Ambersep GT74, Rohm & Haas). Both76
resins were in the form of beads with a diameter ranging from 0.3 to 1.2 mm for the carboxyl-77
resin and from 0.45 to 0.7 mm for the thiol-resin, and they could be easily separated from78
solution by decantation. The coordination of Hg(II) sorption to thiol-resin has been previ-79
ously described31 and this resin was used as model compound for studying sorptive inter-80
actions between Hg(II) and organic thiol groups.31–33 Goethite was synthesized according81
to a standard procedure (from alkaline solution) by Schwertmann and Cornell34 and has82
been used and characterized in previous studies.35, 36, 37 The structure of the freeze-dried83
goethite was verified by X-ray diffraction (XRD) and a N2-BET specific surface area of 3884
m2 g−1 was determined.35 Suwannee River NOM (1R101N, IHSS, St. Paul, MN, U.S.) was85
used as representative for dissolved NOM. Suwannee River NOM has a total sulfur content86
of 6.5 g kg−1, of which 28% has been reported to be reduced S (Sred =56.8µmol g−1).3887
L-cysteine (Cys, 97%, Aldrich) and ethylenediaminetetraacetic acid (EDTA, 99%, Merck)88
are low molecular weight (LMW) organic ligands with high affinities for Hg(II),39,40 occur-89
ring in nanomolar to submicromolar concentrations in the environment.41,42 However, the90
main reason for choosing cysteine and EDTA as model organic ligands was their wide ap-91
plication in experimental studies and their difference in Hg(II) complexation. Cysteine has92
been shown to enhance Hg(II) uptake in microorganisms,5–7 enhance renal toxicity when93
co-administered with Hg(II)43 and oxidize Hg(0).44 EDTA has been extensively used as94
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competing LMW-ligand for the determination of Hg(II)-NOM stability constants.45–47 Cys-95
teine forms 1:2-type (Hg(Cys)2) and 1:3-type (Hg(Cys)3) complexes with Hg(II) under the96
conditions applied in this study.48,49 Hg(II) is primarily coordinated to the thiol-group and97
can be further stabilized by the carboxyl-group in the Hg(Cys)2 complex.
49 EDTA forms98
polydentate complexes with Hg(II) in which Hg is coordinated with carboxyl/amino func-99
tional groups (O/N-coordination).40100
Stock solutions of Hg(II) with natural abundance (NA) isotope composition (NA-Hg) were101
prepared from a 1000 mg L−1 Hg standard solution (Merck). Enriched stable Hg isotope102
tracers were purchased in oxide form (200-HgO, with 96.41% 200Hg, Oak Ridge National103
Laboratory) and in metallic form (198-Hg, with 91.75% 198Hg, Trace Sciences International104
Corp.). Enriched isotope tracer solutions were prepared by dissolution of 200-HgO in 5%105
HNO3 and oxidation of metallic 198-Hg with 69% HNO3 and dilution, respectively. We use106
the notation ”xxx-Hg” for materials or solutions enriched in a specific isotope xxxHg. Fur-107
ther information on the exchange resins and enriched Hg isotope tracers are provided in the108
Supporting Information (SI).109
Batch Experiments110
Experiments were performed to investigate the isotope exchange between dissolved inorgani-111
cally complexed Hg(II) (Hg(II)aq) and solid-bound Hg(II) (carboxyl-, thiol-resin, or goethite)112
(Figure 1a) and between Hg(II) complexed to dissolved organic ligands (EDTA, cysteine or113
NOM) and solid-bound Hg(II) (carboxyl- or thiol-resin) (Figure 1b). All experiments were114
conducted in 10 mL Teflon centrifuge tubes as individual batch reactors (duplicate for each115
time-point). The tubes were filled with 9.5 mL sample solution and sealed with Teflon116
screw caps, leaving a <0.5 mL headspace of air. For carboxyl-, and thiol-resin experiments,117
performed at pH 4.0 to 4.2, the buffering capacity of the exchange resins was sufficient to118
maintain a constant pH (±0.05 to ±0.15 pH units). Goethite experiments were less buffered119
and the suspension pH was 5.4±0.6 and 5.9±0.4 without and with 0.5 mmol L−1 chloride,120
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respectively (Table 1). In the pH range of 4 to 7 and in absence of dissolved organic lig-121
ands and chloride, Hg(II)aq was predominantly present in solution as Hg(OH)2 with a minor122
contribution of cationic Hg species (HgOH+, Hg2+).50 The pH was chosen for experimental123
considerations due to the high buffer capacity of the carboxyl-resin at pH 4 and represents124
typical conditions found in organic-rich terrestrial environments.125
In the preconditioning phase (phase 1 in Figure 1) a solution between 1 and 105 µmol L−1126
of natural abundance NA-Hg(II) was added to carboxyl- and thiol-resins (10± 0.2 mg wet127
mass, 59±2% and 56±2% water content) and goethite (25± 1 mg dry mass) (Table 1). The128
Hg(II) loadings on the carboxyl- and thiol-resins were chosen below the sorption capacity129
of the resins (Figure S3), to achieve dissolved Hg concentrations of ≈25 nmol L−1 after the130
preconditioning phase. The Hg loadings in this study are higher than expected under en-131
vironmental conditions, however, they allowed the assessment of the variety of the binding132
sites, beyond the high-affinity binding sites which are present at low abundances. In experi-133
ments with dissolved organic ligands (Figure 1b), those were added simultaneously with the134
NA-Hg(II) solution and the resins. The suspensions were mixed on an end-over-end shaker135
at room temperature (23±2 ◦C) in the dark. Over the preconditioning time of 96 h dissolved136
NA-Hg(II) was allowed to interact with the dissolved ligands and solid sorbents present,137
resulting in a decrease in dissolved Hg(II) concentration due to adsorption of Hg(II) to solid138
phases (Figure S4). After the preconditioning time the solution phase was removed (phase139
2 in Figure 1) and the dissolved NA-Hg(II) concentration was measured. The solid-bound140
Hg(II) fractions (fsorbed) varied between 38% and 99.97% depending on the ligands and sor-141
bents present (Table 1). The solutions of resin-experiments were removed from the resin142
with a syringe and filtered through a 0.45 µm nylon membrane filter (Perfect-Flow, Wicom).143
The goethite suspensions were first centrifuged (≈3300 g for 15 min) and then the super-144
natant was filtered as in the resin experiments. Samples were stabilized with BrCl (0.2M145
in HClconcd.) to 1% (v/v) in solutions without dissolved organic ligands and to 10% (v/v)146
in solutions with dissolved organic ligands to break down Hg(II)-organic complexes prior to147
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analysis. Solutions of a 198-Hg isotope tracer were prepared with similar concentrations to148
the total dissolved NA-Hg measured after the preconditioning phase. When more than 99%149
Hg was adsorbed, 1% of the total NA-Hg amount was added as 198-Hg because of analytical150
precision considerations. In these experiments, the higher concentration of 198-Hg at the151
beginning of the isotopes exchange phase led to a fast initial net adsorption (Figure 3a). In152
experiments with dissolved organic ligands, solutions with the same ligand concentrations as153
in the preconditioning phase (Table 1) were mixed with 198-Hg and preconditioned for 96154
h prior to addition to the resin. For the isotope exchange experiments the 198-Hg solutions155
were added to the solid phases (phase 3 in Figure 1). The addition of the 198-Hg solution156
caused a sudden drop of the 202Hg/198Hg isotope ratio (R) in solution, since the dissolved157
Hg(II) pool was enriched in 198Hg compared to the total Hg in the system. The isotope158
exchange (phase 4 in Figure 1) between dissolved inorganically complexed 198-Hg(II) (Fig-159
ure 1a) or 198-Hg(II) complexed to dissolved organic ligands (Figure 1b) and solid-bound160
NA-Hg(II) was monitored by measuring R in solution over time as it evolved toward the161
known isotope ratio of the total system (Rsystem). The isotope exchange was stopped after162
different exchange times (3 h to 30 d) by separating the dissolved and solid pool as described163
for the preconditioning phase and R and concentration of total dissolved Hg (Hgdiss) were164
measured. To calculate Hg recoveries (Table 1), the solid-bound Hg(II) was desorbed with165
5 mL HCl for 24 h (12M for resins and 9M for goethite) and the concentration of Hg(II)166
sorbed after the exchange phase was measured.167
Analytical Methods168
Hgdiss and R were determined by cold vapor (CV) generation using stannous chloride re-169
duction (HGX-200, Cetac) coupled to a quadrupole inductively coupled plasma mass spec-170
trometer (q-ICPMS; Agilent 7500, Agilent Technologies). All masses were measured in the171
analog detector mode. Signal intensities were corrected for background by subtraction of172
the blank signal measured prior to each sample. Data were corrected for instrumental mass173
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fractionation by applying a linear mass bias correction, calculated from NA-Hg standard174
measurements performed after every 10 samples. All samples were diluted to Hg concentra-175
tions between 0.5 and 25 nmol L−1. The ratio 202Hg/198Hg (R) was measured for 45 cycles176
of 0.6 s and calculated from the background and mass bias corrected ratio of the signal177
intensities. The analytical precision was tested with artificially spiked standards revealing178
that this method is capable of resolving 0.005 nM 198-Hg (1% of total Hg) in a 0.5 nM NA-179
Hg solution (t-test, p= 0.0077), fulfilling the analytical requirements for this study. Hgdiss180
was measured by a reverse isotope dilution approach.51, 52, 53, 54 A known amount of 200-Hg181
isotope standard (usually 25 nmol L−1) was added to the samples. Signal intensities of mass182
198, 200 and 202 were recorded for 30 cycles of 0.3 s. Concentrations were calculated from183
instrumental mass bias and background corrected signals applying a matrix inversion ap-184
proach.52, 54 Hg concentrations of general characterization experiments (sorption isotherms185
and adsorption kinetics, Figures S3 and S4) were measured using atomic fluorescence spec-186
trometry (CV-AFS; Millenium Merlin, PS Analytical). DOC concentrations were measured187
using UV absorbance (UV-visible Spectrophotometer, Cary 50, Varian) at 245 nm relative188
to the NOM stock solution. Proton adsorption and desorption kinetics were measured with189
a pH electrode.190
Data reporting191
The total dissolved Hg(II) concentration (Hgdiss) was calculated from the concentration of192
enriched 198-Hg isotope tracer (C(198-Hg)diss) and the concentration of natural abundance193
Hg (C(NA-Hg)diss).194
Hgdiss = C(198-Hg)diss + C(NA-Hg)diss (1)
All measured isotope ratios in solution (R) are reported relative to the ratio of the whole195
9
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202Hg/198Hg)system is calculated from the amount of Hg (n(
202Hg)precond197
and n(198Hg)precond) added as NA-Hg in the preconditioning phase, the amount of Hg (n(
202Hg)removed198
and n(198Hg)removed) removed and the amount of Hg (n(
202Hg)tracer and n(
198Hg)tracer) added199
as 198-Hg in the isotope exchange phase:200
(202Hg/198Hg)system =
n(202Hg)precond − n(202Hg)removed + n(202Hg)tracer
n(198Hg)precond − n(198Hg)removed + n(198Hg)tracer (3)
Kinetic modeling201
The evolution of R and Hgdiss over time during the isotope exchange phase was modeled202
for 202Hg representing the natural abundance Hg (NA-Hg) remaining in the system and for203
198Hg representing the enriched 198-Hg tracer added in the exchange phase. R in solution at204
time t was calculated following equation 4 where N202aq and N
198
aq represent the amount (nmol)205





The modeled R is reported relative to the isotope ratio of the system, following the207
definition described in equation 3. The modeled total dissolved Hg concentration (Hgdiss)208








where 202abNA−Hg and 198ab198−Hg correspond to the relative abundance of 202Hg in NA-210
Hg and of 198Hg in the enriched 198-Hg tracer, respectively (Table S2).211
The one-pool equilibrium model (model 1a in Figure 2), where dissolved inorganically com-212
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plexed Hg(II) is exchanging with one pool of solid-bound Hg (Hg(II)-S1) to equilibrium was213
described by equations 6 and 7:214
dN202aq
dt
= −kads × N202aq + kdes × N202S1 (6)
dN198aq
dt
= −kads × N198aq + kdes × N198S1 (7)
where N202S1 and N
198
S1 represent the amounts (nmol) of
202Hg and 198Hg sorbed to solid215
surfaces and kads and kdes are the adsorption and desorption rate coefficients, respectively.216
Rate coefficients for 202Hg and 198Hg were set to be equal, as kinetic isotope fractionation is217
not resolvable with the analytical precision used and can be considered insignificant in the218
framework of this study. The initial conditions of the model were set to the measured exper-219
imental conditions at the beginning of the isotope exchange phase (Table S3, details in SI).220
For experiments with a fast initial isotope exchange followed by a second slower exchange221
phase, a two-pool model (model 2, Figure 2) with a faster and a slower exchanging sorbed222
pool provided a better representation of the measured data. In experiments with dissolved223
organic ligands a model with two dissolved pools exchanging with solid-bound Hg(II) at dif-224
ferent rates (model 3, Figure 2) was shown to provide the best fit. The differential equations225
for the two-pool models which are similar to equations 6 and 7 are provided in the SI. The226
Hg loading on the solid phases and the pH were not considered in the model and therefore,227
the rate coefficients are dependent on the experimental conditions.228
In cases where R did not approach Rsystem, representing isotopic equilibrium, but reached a229
plateau at R/Rsystem<1, the equilibrium models were not able to describe the experimental230
results without the presence of an additional non-exchangeable (NE) Hg(II) pool. Potential231
Hg(II) diffusion into the non-exchangeable pool during the isotope exchange phase was found232
to have a minor effect on the interpretation of our results (SI). Therefore, the pool size of233
non-exchangeable Hg(II) was considered constant in size. The pool size of non-exchangeable234
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solid-bound Hg was described as a fraction of the solid bound NA-Hg(II) (f S−NE) and sub-235
tracted from the initial amount of solid-bound NA-Hg(II) for modeling the isotope exchange236
phase. The pool size of non-exchangeable dissolved organic-ligand-bound Hg(II) (f L−NE)237
was described accordingly and subtracted from the initial amount of dissolved 198-Hg(II).238
The adsorption and desorption rate coefficients (kads1,2 and kdes1,2), pool sizes of non-exchangeable239
Hg (f S−NE and f L−NE), and the fraction of the faster exchanging pool (f 1) were simulated240
using a Monte Carlo approach based on a uniformly distributed pseudorandom number gen-241
eration in MATLAB (R2012a, MathWorks).55 The simulations were evaluated based on the242
sum of squared residuals comparing the model simulations at each experimental time-point243
with the corresponding measured values. The reported parameters correspond to the best244
fit, yielding the lowest sum of squared residuals for the measured R and Hgdiss for each245
series. Small differences in the optimal parameters for describing R and Hgdiss were found,246
potentially caused by different analytical procedures or potential mechanisms not considered247
in the models (e.g., adsorption of Hg-ligand complexes to resin or container wall). The op-248
timization fit for ”R only” was taken for an accurate estimation of the timescales to reach249
equilibrium.250
Results and Discussion251
Hg(II)-exchange between dissolved inorganic complexes and resins252
The isotope exchange between Hg(II)aq and carboxyl-resin-bound Hg(II) was fast, indicated253
by a rapid increase in R, reaching R/Rsystem=1 within less than 4 d (Figure 3b). The results254
of the Hg(II)aq − carboxyl-resin isotope exchange experiment were well described by the255
one-pool equilibrium model (model 1a, Figure 2), where one pool of carboxyl-resin-bound256
Hg(II) exchanges with Hg(II)aq until equilibrium is reached. The Hg(II) adsorption and257
desorption rate coefficients of the best model fit (Table 2) were considerably lower than258
for proton sorption (Figure S5). According to the model providing the best fit for R, the259
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Hg(II)aq − carboxyl-resin system reached equilibrium (R/Rsystem = 1) after 1.2 d.260
The isotope exchange phase between Hg(II)aq and thiol-resin-bound Hg(II) was characterized261
by a fast initial increase in R followed by a slower increase aproaching a plateau at R/Rsystem262
≈0.9 after 16 d, after which it remained constant until the end of the experiment (Figure263
3b). A plateau at R/Rsystem<1 suggests the presence of a pool of non-exchangeable Hg(II)264
bound to the thiol-resin. The one-pool model with an additional non-exchangeable pool (1b,265
Figure 2) and the two pool equilibrium model (2a, Figure 2) poorly matched the results266
of the Hg(II)aq − thiol-resin experiment (Figure S6). The results were best described by a267
model with two pools of solid-bound Hg(II) exchanging at different rates and a third pool268
of non-exchangeable solid-bound Hg(II) (Model 2b, Figure 2), with the fitted parameters269
given in Table 2. Based on the best model fit, the fast exchanging pool (f 1) accounted270
for only ≈0.25% of the total sorbed Hg, however the determined rate coefficients for the271
fast exchanging pool have to be treated with caution since it was only represented in the272
first few samples (Table 2). 42% of the total thiol-resin-bound Hg(II) exchanged at slower273
rates. The remaining 57% were accounted to non-exchangeable Hg(II), corresponding to a274
Hg(II) loading of 56 nmol mg−1 thiol-resin. It is important to realize that a value of 0.9 for275
R/Rsystem does not correspond to a 90% approach to equilibrium. This is because the pool276
sizes of dissolved and solid-bound Hg are very different.277
Hg(II)-exchange between dissolved organic ligands and carboxyl-278
resin279
The Hg(II)-exchange between the dissolved organic ligands (cysteine and EDTA) and carboxyl-280
resin was slower as compared to Hg(II)aq (Figures 3c and d). The exchange of Hg-cysteine,281
where equilibrium was reached after about 2 weeks was considerably faster than the exchange282
of Hg-EDTA experiment, which did not reach equilibrium within 30 d. We suggest that the283
faster isotope exchange observed for Hg-cysteine compared to Hg-EDTA was controlled by284
the different Hg coordination; for Hg-cysteine, mono- or bidentate bonds have to be broken285
13
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for Hg(II) to exchange with resin-bound Hg, which has likely a higher probability than the286
breaking of the polydentate complexation in Hg-EDTA. Whereas one-pool models provided a287
poor fit, the results of both experimental series with dissolved organic-LMW ligands could be288
well represented by models with two pools of dissolved organic-ligand-bound Hg(II) (model289
3a, Figure 2) with the best-fit parameters given in Table 2.290
According to the model fit, the isotope exchange between dissolved Hg-cysteine complexes291
and carboxyl-resin-bound Hg(II) was in equilibrium after ≈16 d. For the Hg-EDTA exper-292
iment, the best-fit model resulted in an equilibration time of ≈250 d; however, this should293
be interpreted with caution since it represents an extrapolation beyond the duration of our294
experiments (30 d). The slow isotope exchange of Hg(II)-EDTA complexes is in agreement295
with previous findings for competitive exchange between Fe(III)-EDTA and Ca(II)-EDTA.56296
In comparison, the predicted timescale for Hg(II)-EDTA complexes to reach equilibrium with297
carboxyl-resin-bound Hg(II) of ≈250 d would be about twice as long as for the Ca(II)-Fe(III)-298
EDTA system in solution.299
Hg(II)-exchange between dissolved NOM and resins300
The isotope exchange between dissolved NOM-bound Hg(II) and Hg(II) bound to carboxyl-301
or thiol-resin (Figure 3f) was even slower than that observed for the experiments with dis-302
solved LMW-organic ligands and equilibrium was not reached within 30 d, in agreement with303
previous observations.57 The isotope ratio in solution of the Hg(II)-NOM experiment with304
carboxyl-resin reached a plateau at R/Rsystem ≈0.6 after about two weeks, suggesting the305
presence of non-exchangeable Hg(II). Since Hg(II) bound to carboxyl-resin was reversible in306
the absence of dissolved organic ligands, this suggests that NOM contained a pool of non-307
exchangeable Hg(II). NOM in competition with the thiol-resin had a lower Hg(II) loading308
(4.2 nmol Hg mg−1 NOM) compared to NOM in competition with the carboxyl-resin (24309
nmol Hg mg−1 NOM), which has a lower affinity for Hg(II) than the thiol-resin. The dissolved310
Hg concentration decreased in both experimental series during the initial isotope exchange311
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phase (Figure 3e), concomitant with a 15% decrease in NOM concentration relative to the312
initial NOM over the course of the experiment (Figure S7), indicating possibly adsorption313
of Hg(II)-NOM complexes to the resins, as described previously.58 Since the total analytical314
recovery of Hg in the experimental series with NOM was relatively poor (71% for the NOM-315
carboxyl series and 81% for the NOM-thiol series, Table 1), we cannot exclude some loss316
of Hg from these systems, potentially through reduction of Hg(II) to Hg(0) by NOM,59, 60317
although our experiments were conducted under oxic conditions in the dark. Model simula-318
tions considering the potential loss of Hg (using recovered Hg as initial condition, Figure S8)319
did not reveal any relevant difference for the interpretation of the results. The results of the320
isotope exchange were best represented by a model with two exchangeable pools of ligand-321
bound Hg(II) and one additional pool of non-exchangeable Hg(II)-NOM complexes (model322
3b, Figure 2). According to the best-fit model, 53% of the dissolved Hg(II)-NOM complexes323
in competition with the thiol-resin and 58% in competition with the carboxyl-resin were non-324
exchangeable, corresponding to 2.2 and 14 nmol Hg(II) per mg Suwannee River NOM for the325
thiol- and carboxyl-resin experiment, respectively. This implies that between 4.4 to 28 nmol326
mg−1 thiol groups per Suwannee River NOM (assuming a 2:1 thiol:Hg complexation31) are327
capable of complexing Hg(II) irreversibly. This value is in agreement with the 11 - 17 nmol328
mg−1 high affinity binding sites, calculated from the spectroscopic quantification of reduced329
sulfur (Sred) in Suwannee River NOM,
38 based on the assumption that 20 - 30% of the Sred330
is present as thiol.31 Also Haitzer et al.61 calculated a concentration of 5 nmol mg−1 high331
affinity binding sites in NOM, however, a recent study using a fluorescent probe equilibrated332
for 2 hours quantified a thiol-content of 0.7 nmol mg−1 in Suwannee River NOM.62 The non-333
exchangeable Hg(II)-binding to NOM as compared to Hg(II)-cysteine, where we observed an334
isotope exchange equilibrium after 16 d, though in both ligand complexes Hg(II) is bound335
to thiol-groups, could potentially be explained by the difference in coordination of Hg(II).336
Whereas Hg(II) forms monodentate thiol complexes with cysteine, Hg(II) in NOM is associ-337
ated to at least two thiol groups31 and forms bidentate complexes, likely exhibiting a slower338
15
Page 15 of 33
ACS Paragon Plus Environment
Environmental Science & Technology
exchange rate than monodentate complexes. The additional complexation of Hg(II) in NOM339
by a third thiol-group, previously suggested by spectroscopic evidence31, 63 as well as from340
deprotonation characteristics64 would further promote this effect. Support for this concept341
can be derived from the experiment with Hg(II)-EDTA complexes, where the polydentate342
Hg(II)-binding by EDTA strongly reduced the exchange with the carboxyl-resin. Steric hin-343
drance of the large NOM molecules could potentially further slow down the exchange of344
Hg-NOM.345
Hg(II)-exchange between dissolved inorganic complexes and goethite346
The isotope exchange of both experimental series without and with 0.5 mM chloride was347
initially fast followed by a slower exchange phase reaching a plateau at R/Rsystem ≈0.8 after348
12 d (Figures 3g and h). In the presence of chloride, dissolved Hg(II) occurs as chloro com-349
plexes (e.g., HgCl2),
50 previously shown to reduce Hg(II) sorption to goethite.65, 37 Chloride350
was further shown to favor the formation of ternary monodentate Hg(II) surface complexes351
on goethite, whereas in the absence of chloride bidentate Hg(II) surface complexes where352
shown to dominate.66, 67 The variations in total Hg concentrations over the course of the ex-353
periments (Figure 3g) were probably caused by pH instabilities (Table 1) because the system354
was not buffered. Preliminary experiments at pH 7 with a 3-morpholinopropanesulfonic acid355
(MOPS) buffer showed a continuous net adsorption over the 30 d experiment, as previously356
reported,37,68 and the isotopic exchange characteristics and the non-exchangeable Hg(II)357
sorption to goethite was in agreement with the unbuffered data presented here (Figure S9).358
The results of the isotope exchange phase for both goethite experiments were best described359
by a model with two exchanging pools (model 2b, Figure 2) of goethite-sorbed Hg(II) (pre-360
sumably a fast outer-sphere complex pool and slower inner-sphere complex pool) and one361
pool of non-exchangeable Hg(II). Thereby the sorption rate coefficients of the fast exchanging362
pool have to be treated with caution since the fast initial phase was poorly covered by the363
sampling scheme. The model results for the experiment without chloride revealed that 29%364
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of the total Hg(II) sorbed to goethite was non-exchangeable, corresponding to 0.19 nmol Hg365
mg−1 goethite (5.0 nmol m−2 surface area). The experimental series with 0.5 mM chloride366
was modeled with an non-exchangeable pool of 22%, corresponding to a non-exchangeable367
pool of 0.1 nmol Hg mg−1 goethite (2.8 nmol m−2). This suggests that, although different368
Hg(II) complexes were described in the presence of chloride (monodentate) compared to369
without chloride (bidentate),66, 67 there were only minor effects of chloride on the amount370
of non-exchangeable Hg(II). The diffusion into pores of the goethite appeared to be the371
most probable cause for the observed non-exchangeable pool of Hg(II), since incorporation372
of Hg(II) into the lattice structure can be excluded for metals with large ionic radii.23373
Implications of Exchange Kinetics for Laboratory Experiments374
The time required to reach equilibrium is an essential parameter for the design of experi-375
ments considered as thermodynamically-controlled, e.g., for the determination of sorption376
isotherms69 or stability constants.47, 46, 70, 45, 33 Hg(II) has a high affinity for reduced sulfur377
and was found to be complexed in NOM with two thiol groups at low Hg/NOM ratios,378
whereas at higher Hg/NOM ratios the coordination of Hg(II) to C/N-atoms was found to379
dominate.31 Accordingly, the apparent stability constant (K) for Hg(II) complexation with380
NOM was shown to decrease with increasing Hg/NOM ratio, suggesting different binding381
sites in NOM exhibiting different binding affinities for Hg(II).45 Assuming a 1:2 complexation382
of Hg(II) with organic thiol-groups in NOM (Hg2+ + 2 L− = HgL2), log K values between383
28.5 and 40.4 were reported.33,46,61,64 Studies determining the stability constant of Hg(II)-384
NOM complexes typically applied equilibration times between 12 h and 13 d,33,45–47,61,64,70385
however the justification for the chosen equilibration times remained arguable.386
Our isotope exchange data suggest that equilibration times chosen in many of the previous387
experiments may have been too short to reach equilibrium. The observation of a positive388
correlation of stability constants with equilibration times applied in previous studies (Figure389
S10) supports this argument. Short equilibration times would have the consequence that390
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Hg(II) is partially associated with low affinity binding sites, e.g., carboxyl groups, which are391
more abundant than high affinity thiol groups and therefore the probability of Hg(II) to first392
interact with carboxyl groups is higher. This effect, caused by long timescales required for393
Hg(II) to exchange to the thermodynamically more stable thiol groups, would reduce the394
observed stability constant similar to the effect observed by increasing the Hg/DOC ratio.45395
These findings suggest that higher stability constants of the reported range (LogK (HgL2)396
= 28.5 - 40.4) are probably more representative for Hg(II) binding to thiol-groups in NOM.397
This would be in agreement with the previous suggestion that Hg complexation by NOM398
could be modeled by stability constants for LMW thiol complexes71 (e.g. for cysteine: logK399
= 42.7, Hg2+ + 2 L2− = HgL2−2 , I = 1M).
39
400
Implications for Isotope Fractionation Experiments401
The investigation of natural Hg isotope variations in environmental samples has a great po-402
tential for studying sources and transformation processes in biogeochemical Hg cycling. To403
interpret Hg isotope signatures of field samples, it is essential to understand the underly-404
ing mechanisms causing the observed variations by stable isotope fractionation.72 Here, we405
showed that a considerable fraction of Hg(II) was irreversibly bound to thiol-resin, NOM406
and, goethite with respect to isotope exchange on the investigated timescales of up to one407
month. In previous studies investigating Hg isotope fractionation during sorption of Hg(II)408
to thiol-resin32 and goethite,37 preconditioning times between 18h and 30d were employed.409
Similar timescales have been applied in stable isotope fractionation studies investigating the410
interaction of other metals, such as Cr,73 Fe,74 Cu,75, 76 Zn,77, 78 Mo,79 Cd,80 Tl,81 and U82411
with mineral surfaces and NOM. In the case of Hg(II) sorption to goethite, no dependence412
of isotope fractionation on preconditioning time could be observed.37 This observation, how-413
ever, does not imply that the measured isotope signatures represent exclusively equilibrium414
isotope effects. We suggest that results from isotope fractionation studies between dissolved415
and sorbed phases, where part of the isotopes are bound to a non-exchangeable pool, are416
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composed of two signals: (i) a kinetic isotope effect from the first initial adsorption to the417
non-exchangeable pool, and (ii) an equilibrium isotope effect between the dissolved and the418
exchangeable pool.419
Based on constant metal concentration and/or isotope signature in solution over time, previ-420
ous studies concluded that the observed isotope fractionation must derive from an equilibrium421
isotope effect.76–79,81,82 We suggest that this argumentation needs to be revisited since the422
possibility of a kinetic isotope fractionation signal, trapped in a non-exchangeable pool, has423
not been considered before. In the case of Hg isotope fractionation during sorption of Hg(II)424
to thiol-resin32 and to goethite,37 kinetic isotope effects have presumably played a minor425
role, since the observed isotope effects were in good agreement with theoretical equilibrium426
isotope effects calculated for the relevant Hg(II) species in the specific system.427
Therefore, in order to derive an equilibrium isotope fractionation factor from the isotopic dif-428
ference between a dissolved and a sorbed pool, it is essential to experimentally show that the429
investigated system is in isotopic equilibrium. Isotope exchange experiments using enriched430
isotopes as previously applied26, 74 and presented here represent a suitable method to assess431
the timescales required to reach equilibrium. Alternatively, the three-isotope method83, 84432
employing an enriched spike allows the simultaneous determination of equilibrium fraction-433
ation factors and timescales needed to reach equilibrium.434
Finally, this postulated coexistence of two isotopic signals in different sorbed pools needs to435
be considered in the interpretation of measured metal isotope data from laboratory and field436
studies.437
Environmental Implications438
The finding that Hg(II) can be bound in a non-exchangeable manner to NOM and mineral439
surfaces, over timescales of months has at least two important implications for the fate of440
Hg(II) in the environment: (i) systems which are at equilibrium are capable of sequestering441
Hg(II) over long timescales, in forms that are likely unavailable for uptake into organisms,442
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and (ii) in systems which are not at equilibrium, Hg(II) associated partially to low-affinity443
binding sites (e.g., high abundance carboxyl groups in NOM) may exchange rapidly with444
dissolved Hg(II) and can lead to a higher availability and reactivity of Hg(II) than expected445
from the thermodynamic stability with high-affinity binding sites in NOM. Environmental446
changes such as a drop in pH or redox potential and organic matter degradation might result447
in a higher reactivity of Hg(II) as expected from desorption rates investigated under constant448
conditions in this study. In conclusion, kinetic constraints have to be considered to a greater449
extent in future studies investigating and modeling the fate of Hg(II) in natural systems.450
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a) Hg(II) exchange without dissolved organic ligands   
b) Hg(II) exchange with dissolved organic ligands                   
L - = cysteine, EDTA, NOM
(1) (2) (4)




































































Isotope exchange phase (30 d)
= natural abundance Hg                   
= enriched 198-Hg                   
Figure 1: Setup for Hg(II) isotope exchange experiments without dissolved organic ligands (a) and
with dissolved organic ligands (b). In the preconditioning phase (1) natural abundance NA-Hg
was mixed with (a) solid phases (carboxyl-, thiol-resin or goethite) and (b) with dissolved organic
ligands (cysteine, EDTA, and Suwannee river natural organic matter (NOM)) and solid phases
(carboxyl- and thiol-resin) and allowed to adsorb for 96 h. Then the dissolved NA-Hg(II) species in
solution were removed (2) and replaced by a similar concentration of enriched 198-Hg(II) isotope
tracer (3). The 198-Hg tracer addition caused a sudden drop in the isotope ratio in solution (R)
which was normalized to the isotope ratio of the whole system (Rsystem). In the isotope exchange
phase (4), the exchange kinetics as expressed by the approach of R towards Rsystem was investigated
over 30 d.
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1) one pool 











































Figure 2: Models describing the isotope exchange phase. In model 1 one pool of inorganically-
complexed dissolved Hg(II)(aq) exchanges with one pool of solid-bound Hg(II)-S1. In model 2 two
solid-bound Hg pools (Hg(II)-S1 and Hg(II)-S2) are exchanging at different rates with dissolved
Hg(II)(aq). In the presence of dissolved organic ligands (model 3) two dissolved organic-ligand-
bound Hg pools (Hg(II)-L1 and Hg(II)-L2) are exchanging with one solid-bound pool (Hg(II)-S1).
Isotope exchange experiments approaching equilibrium (1a, 2a, and 3a) are characterized by
R/Rsystem values approaching 1. Experiments reaching a R/Rsystem plateau below 1 (1b, 2b, and
3b) indicate the presence of Hg(II) in a non-exchangeable (NE) pool of solid-bound Hg(II) (f S−NE
>0) or for dissolved NOM ligands (3b) a non-exchangeable dissolved pool (f L−NE >0). The non-
exchangeab pools were considered to be constant in size and not interacting with exchangeable Hg
during the isotope exchange phase, after they had been filled in the preconditioning phase.
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Figure 3: Total dissolved Hg concentration (Hgdiss) in µmol L
−1 and isotope ratio (R/Rsystem) in
solution over 30d isotope exchange phase (open symbols) of different experiments: (a, b) between
Hg(II)aq and carboxyl (C-) or thiol (T-) resin-bound Hg(II), (c, d) between dissolved Hg(II)-
cysteine or Hg(II)-EDTA and C-resin-bound Hg(II) and, (e, f) between dissolved Suwannee River
NOM-bound Hg(II) and C- or T-resin-bound Hg(II), and (g, h) between Hg(II)aq and Hg(II)
sorbed to goethite. Error bars represent the range of duplicate batch experiments for the open
symbols (smaller than symbol size if not visible). The solid lines represent the best fits of modeled
concentration and isotope ratio (models refer to Figure 2) and dashed lines represent the best fit
for the equilibrium timescale determination (R only, see text). The closed symbols represent Hgdiss
after the 96 h preconditioning phase (±σ).
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L - = OH-, cysteine, EDTA, NOM
= carboxyl-, thiol-resin, goethite NA
198
= natural abundance Hg                   
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